II I Gd3+
Lu3:_~3i r I ~~er at those data it may be justified to ask whether there is anything like a "characteristic rate" associated with a given metal ion, independent of the nature of the substituting Iigand. For a large number of metal ions, such "characteristic rates" indeed have been found, at least as far as orders of magnitude ( rather than precise numbers) are concerned.
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Actually, Figure 1 includes three groups of metal ions. In the first group, the water molecules in the inner coordination spheres are so labile that substitution will occur at almost every encounter. As a consequence, the overall rate constants for metal complex formation are close to those for diffusion controlled reactions. The step of inner sphere substitution then cannot easily be separated from the overall rate. Thus, those data are only in a trivial sense characteristically associated with the nature ofthe metal ion.
A second group represents the other extreme: the water molecules in the inner coordination sphere are so tightly bound that hydrolysis, i.e. splitting of a water molecule, occurs more readily than substitution. The overallrate constant then is largely inftuenced by the nature of the ligand, (e.g. its basicity) and thus not characteristic of the metal ion only. (Note that a step of internal hydrolysis Me(H20)X ~ MeOH · HX is not expressed in the pH-dependence of the rate constant). The behaviour of this group of metal ions is not yet very well understood since the overall mechanisms may involve quite a number of non-separable steps. Highly charged and small metal ions such as Be 2 +, A13+, Fe3+ and most tetravalent ions belong to this group.
The majority of main group and transition metal ions, however, belong to the third category, showing well-defined substitution rates, almost independent ofthe nature ofthe substituting ligand. The substitution kinetics of this category of metal ions (including most ions of the first mentioned category) may be characterized by three rules:
The rate of substitution oJ a given solvent molecule in the inner coordination sphere depends mainly on the nature of the metal ion rather than that of the substituting ligand.
In Figure 2 two examples are given: the substitution rates for nickel and copper complexes.2 As far as second order rate constants for complex formation are concerned, they have tobe corrected for the ionpair formation in order to yield first order rate constants for the substitution rates. (The stability constant of the ion pair depends, of course, on certain properties of the Iigand such as charge and configura tion) . As is seen from Figure 2 , the rule holds quite wdl for simple substitution processes and still might be extended to multiple substitution as far as the first substitution steps are representative for the overall process of chelate formation (cf. below).
Behaviour according to this rule is equivalent to an SN 1 type of mechanism, in which the main energy barrier results from loosening a metal ion water bondrather than from forming a new bond between the metal ion and the incoming Iigand. (This classification is rather formal since a true S-N 1 mechanism could represent only an extreme limit for such a "push-pull" su bs ti tu tion process).
If-in multiple substitution-a ligand is more tightly bound than the substituted
solvent molecule, it will labilize the rest of the inner sphere solvent molecules, whereas these will be stabilized, if the ligand is less tightly bound.
Here "overall" charge of the Iigand turns out to be less important than "local" charge or binding capacity, as was shown foranurober of examples by Margerum,3 Hunt4 and Hague.5
3. In general, the rate of substitution is slower the higher the charge and the smaller the ion.
As seen in Table 3 the substitution rates of Mg 2 +-aquo-complexes are by 3 to 4 orders of magnitude smaller than for Ca2+-aquo-complexes.
This behaviour again is indicative of a SN 1-type of mechanism, i.e. loosening of the metal ion solvent bond triggers the "vhole substitution process. Actually, there may be deviations from these rules for non symmetrical arrangement of the ligands. We quote two examples: (i) The extreme differences in Substitutionrates for Ni 2 + and Cu2+ or V2+ and Cr2+ result mainly from the Jahn-Teller effect loosening the axial bonds in d 9 and d 4 metal ions6 as opposed to the Iigand field stabilisation of the symmetrical complexes of d8 and d3 metal ions. 7 • 8 (ii) The unusually fast substitution in the earth and rare earth serieswhere Sc3+ is found to substitute even faster than a divalent ion ofcomparable size9-is possibly due to an unsymmetrical arrangement of the solvent molecules for coordination numbers larger than 6. Here again labile positions may occur which will substitute more quickly than in a symmetrical arrangement (cf. Figure 3) .
The three rules quoted above must be taken as what they are: rules and not laws. They show clearly certain tendencies, but for a more precise comparison one should rely on more explicit considerations of the different interaction terms involved, such as: metal ion-ligand attraction, including electrosta tic ( ion-ion or ion-multi pole) interaction; polariza tion and Iigand field effects; ( electrostatic) Iigand-ligand repulsion and van der Waals terms. The energies of all these different interactions are quite large. Since for stability constants and activation parameters they compensate to a few kilocalories, computations of the single terms would require a hib"h accuracy in order to yield reliable results. Actually, most of our knowledge still comes from experimental results like the above rules which might guide further theoretical attempts. 
II. COMPLEXES OF MAIN GROUP IONS
A fairly simple picture is tobe expected for the ions ofmain group elements. Due to their "noble gas" like electron configuration they should show a straigh tforward relationship to simple physical properties such as size and charge. At first glance one might not find it too exciting to Iook at those complexes since one would not expect any sophisticated "chemistry". However, there are several nontrivial facts which immediately call for a closer investigation.
1. The free energies of solvation as weil as the solvation enthalpies lie in the range of hundred to several hundred kilocalories (cf. 2. The stability constants of the alkaline earth-(and also the alkali) complexesll usually do not show any simple dependence on the size of the 96 REACTIONS OF MAIN GROUP METAL IONS metal ion. Any simple model would suggest a monotonic decrease for the stability constant with increasing metal ion radius or the inverse ofit. In fact, for a number of complexes both types of monotonic dependence are found, but in other cases stability constants show maxima for a certain particular size.
3. Many ofthe main group metal ions are ofprimary biological importance. Most striking is their highly specific behaviour in enzyme activation or in bioelectric phenomena. Such a specifi.city ofmetal-ion-binding by a "carrier", for instance, is just another example for the above mentioned non-monotonic behaviour.
Experimental data about stability constants and rates of alkaline earthand especially of alkali-ion-complexes are very scarce in literature. Studies are difficult for three reasons:
(i) Complexes usually are weak and have to be studied at high metal ion concentrations.
(ii) Rate constants are very high, so that half times are in the microsecond range and below-especially at high concentrations, which have to be used for the study of complexes of low stability.
(iii) Reactions cannot usually be followed spectrophotometrically. There are only very few (if any) indicators which can be used.
Actually, a considerably increased sensitivity and time resolution of the relaxation methods was required for the studies reported below. The methods used in these studies were: (a) a T-jump device with a highly increased signal to noise sensitivity (order 104 at 1 [J.S risetime), constructed by C. R. RabJ12 and (b) an electric field-pulse method utilizing travelling waves with a time resolution of 30 nanoseconds, developed by G. Ilgenfritz.l3 In both methods the relaxation processes are recorded spectrophotometrically. Furthermore some sound absorption studies in the frequency range of 300kHz to 30 MHz were carried out by F. Eggersl4 using a new resonator method (which requires only 1 ml of sample solution instead of 100 to 1000 ml as required by conventional devices).
Before starting any discussion of experimental data we may ask for possible explanations of size-specificity of the metal ion, i.e. the non-monotonic size dependence. Specificity in binding is certainly not a consequence of a peculiar electron configuration as is the case with transition metal ions, such as Ni2+, Cu2+ etc. We are dealing here with ions of "noble gas" like electron configuration and we must therefore try to base our model on factors such as charge and size of the metal ion and peculiarities of structure of the complexing agent only. The complex formation involves the substitution of one or several solvent molecules from the inner coordination shell of the metal ion. If the incoming ligands can be arranged as freely as the solvent molecules in the coordination shell, then-at least for a symmetrical, e.g. octahedral arrangement-we should expect the two mentioned monotonic size dependencies:
(i) The incoming Iigand is more tightly bound than the solvent molecule to be substituted: The stability of the complex will decrease with increasing radius of the metal ion. The smaller the metal ion the !arger will be the gain in binding energy for the Iigand.
(ii) The incoming Iigand is less tightly bound than the solvent molecule:
Here the size dependence of complex stability will be inversed, since now the smallest metal ionwill most strongly prefer the solvent molecules. It is very important that in these cases with decreasing metal ion size the cavity ofthe ligand coordination shell canjust as freely contract to the metal ion size as the solvent coordination shell. This is very often not possible if the ligands are interconnected as in multidentate chelate complexes. Here the different ligands usually have some freedom of motion only as long as the formed cavity exceeds a certain size. Below this size the ligands will, however, "freeze" into fixed positions since steric hindrances as well as ligand-ligand repulsion will prevent a further contraction of the cavity. Wehave thus an optimal fit of the cavity for a certain size of metal ion. For all metal ions larger than this critical size the complex stability will increase with decreasing metal ion radius, assuming the ligands are more tightly bound than the solvent molecules. Below the critical size, however, this behaviour will be inversed, since now there will be little or no gain in ligand binding energy with decreasing metal ion radius (since the size of the cavity is fixed), but there will be an increased requirement of energy for desolvation. Note that this optimal fit will produce a maximum in the thermodynamic stability constant but that this does not mean the optimally fitted complex is absolutely the most stable complex. This is clearly demonstrated by 
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of Iigand binding (including rest solvation). These curves are monotonic,
i.e. the smallest ion shows the largest values. However, due to the fact that the free energy ofligand binding bends sooner towards a saturation (brought a bou t by steric fixa tion of the ligands), the difference of the Iigand binding and solvation curve may weil show a maximum. It is just this difference which determines the stability constant (Kstab) of the metal complex. Note that as long as the increase in free energy of solution exceeds the change in R T. In Kstab the free energy of Iigand binding will be monotonic, regardless of whether Kstab increases or decreases. Note furthermore that the maximum of Kstab could occur at any position depending on how soon the Iigand binding will reach saturation, and that this position does not necessarily coincide with the 1/r-value at which saturation is reached. (The picture of optimal adaptation of a metal ion to the minimal size of the Iigand cavity was oversimplified above in order to demonstrate the principle).
We may now return to a discussion of experimental data. Table 2 shows a compilation ofsome stability constants, mainly for the alkaline earth ions.2 All types of behaviour as discussed above are found. In contrast to the stability constants the rate constants show a much more uniform behaviour as is seen in Table 3 . Rate constants of complex formation are usually by (,_,7 X JOB) 2·5 X lOBt Sr 2 + :3·5 X lOBt Ba 2 +: 7 X lOBt 4 X lOBt ;;;;:. 1 X lOB 3 to 4 orders ofmagnitude higher for Ca 2 + than for Mg 2 +. This is especially true ifwe reduce these values to the rate constants ofsubstitution by correcting for the stability of the outer sphere ionpair (which depends on the charge of the complexing agent). Very uniform results are obtained for this step,. even for multidentate ligands. One has to assume therefore that the complex formation rate is mainly determined by the rate of substitution of the first solvent molecules from the inner coordination shell, so that the individual differences of stability constants show up in the dissociation rather than the formation rates. This is not necessarily so for all the chelates, especially if chelate formation involves pre-equilibration of initial substitution steps.
REACTIONS OF MAIN GROUP METAL IONS
Data for Sr2+ and Ba2+ are more scarce. Stability constants usually decrease as compared to Ca2+, so that either a monotonic decrease from Mg2+ to ßa2+ or a maximum for Ca2+ is found. The rate constants always were found to be higher for Sr2+ and ßa2+ than for Ca2+. The differences, however, are not (and cannot be) very large, since the values are close to the limiting rate constant for a diffusion controlled reaction. The same holds for alkali ions. Some data from earlier experimentsl are reported in Table 4 . However, in most cases the assignment of rate and equilibrium constants was not very straight forward since the complexes are very weak, and in some cases overall rate constants, in other cases those of intermediate steps are evaluated from the relaxation data. Those earlier studies were clone by the sound absorption method. Figure 5 shows some sound absorption data show directly the increase of rate with increasing radius of the metal ion.
A much clearer picture of alkali ion complex formation arises if methanol is used as a solvent. Some more recent studies will be reported in the next section. 
ALKALI AND ALKALINE EARTH COMPLEXES IN METHANOL
Methanol as a solvent offers several advantages for the study of alkali ion complexes:
1. Due to the lower dielectric constant of methanol higher complex stabilities are found than in water, especially if charged ligands are involved. Thus a more precise determination of stability and rate constants of otherwise quite weak complexes is possible.
2. On the other hand, the solvation of the cation in water and methanol is quite similar, as was shown by Strehlow16. There are only small changes of LIG, LIH, and LIS if an alkali ion is transferred from water to methanol. The Substitution behaviour (mechanism and rate) might be quite similar for both solvents so that studies in methanol can be considered representative for water also.
3. Biological alkali ion carriers-the main object of our present investigation-due to their lipophilic character are usually quite insoluble in water, but fairly soluble in methanol.
4. Methanol can be used as a solvent for T-jump studies by both theJoule and the microwave heating method. For field effect and sound absorption studies it shows even some advantages. As a consequence of the lower dielectric constant the field effect for charged ligands is larger than in water. For uncharged ligands (e.g. the carriers described in section IV) relatively large LIH-values are to be expected. Thus the equilibrium will be very strongly temperature dependent. Sound waves in methanol involve a pronounced temperature wave, which in water around room temperature is nearly absent ( due to the density maximum at 4 °).
The first problern was to find a suitable optical indicator for the alkali ions. No such indicator has been reported in Iiterature so far. We remembered, however, that Schwarzenbach17, 18 described murexide to be an indicator for Ca2+ ions in aqueous solution.
Murexide is the ammonium salt of purpuric acid and has the following chemical structure.
The anion has a strong absorption maximum around 527 ffi!J. ( e = 11700 in methanol), which is shifted upon complexation with Ca2+ to shorter wave lengths. Complexation occurs most likely between two oxygens next to the N-bridge.
The stability constant for the Ca-complex in aqueous solution, as reported by Schwarzenbach,18 is not very large (pK 2·7). Mg2+ was found to form no complex to any detectable extent whereas Sr2+ and Ba2+ showed some tendency for complexation.
Although several other indicators have been reported in Iiterature having much higher stability constants for the alkaline earth ions, murexide seemed to be the best candidate for the indication of alkali ions in methanol due to several fea tures:
1. Murexide has a negative charge ( distributed among the four oxygens next to the N -bridge) which is not protonated in the neutral pH-range. Actually, the pK in aqueous solution is around 0 andin methanol around 4. Since alkali ions generally are quite weak in forming complexes it is very important that protons do not compete too strongly for the complexing site.
2. The spectral properties of murexide are quite peculiar. The blue shift of the absorption maximum upon complexation probably is due to some change in the orientation of the two rings relative to each other. Such an effect should be quite sensitive for weakly complexing ions, which otherwise will only be of little inßuence to the electronic structure of the dye molecule.
Murexide indeed turned out to be an ideal indicator for the alkali ions in methanol, especially with respect to the study of biological carriers. Figure 6 shows the spectral shift of the absorption maximum upon titration with Na+. The well defined isobestic point indicates a simple complexation behaviour. Those titrations were carried out for the alkali and alkaline earth ions. In the alkali series the highest pK-values were found for Na+, in the alkaline earth series for Ca2+-as wastobe expected from Schwarzenbach's results for aqueous solutions. Generally the stability constants in methanol are higher by orders of magnitude than in water (cf. Table 6 ) and show much more clearly the non-monotonic size dependence as described in the preceding section. This maximum for Na+ and Ca2 + results from the balance between Iigand binding and solvation energy, whereas the "absolute" stability ofthe complexes should parallelmonotonically the sequence ofionic sizes. This is clearly indicated by the amount ofwave length shift and the increase in e-. Both Ll Amax and Lle-are largest for the smallest ion and decrease monotonically with increasing size, as seen from For the alkali-complexes the stability constants can be easily determined from the titration curves (cf. Table 5 ). Here Kdtss· is always much !arger than the indicator concentration and therefore can be immediately obtained from plots of (Eoo -E)/(E-Eo) vs 1/CM where the extinctions E, E 0 and E oo refer to the metal ion concentrations CM, 0 and oo (saturation) respectively.
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This procedure cannot be used for the alkaline earth complexes. First, the stability constants (except for Mg2+) are so high that they contribute only small correction terms to the titration curve, even at very low indicator concentrations. Second, the titration curves for Ca2+, Sr2+ and (partly) Ba 2 + showed their "halfpoints" (i.e. (Eoo -Eo) /2) around a metal ion concentration CM 0 ~ Crnd 0 /4 (i.e. close to a fourth of the indicator concen tra tion) .
Only Mg 2 + showed a "halfpoint" close to CM o ~ Crnd o /2 as is to' be expected for the formation of a 1:1 complex of high stability. However, even here a plot of (CM 0 )/(E-E 0 ) vs. 1/(Eoo -E)19 did not yield a straight line except for high ionic strengths, where a Kdiss > Crnd 0 was obtained. Such behaviour is indicative of 1:2 complex formation, which in case of Ca 2 + is so strong that saturation occurs for any excess of metal ions even at the lowest usable indicator concentrations. Sr2+ and ßa2+ show also some transition region for the isobestic point which may be interpreted in the same way. Under these circumstances titration curves do not provide much information about the stability constants of the single steps. We therefore used another quantity, namely relaxational amplitudes, to learn more about the complexation of alkaline earth ions with murexide.
A suitable indicator for dynamics studies should have not only pronounced spectral shifts, but also a sufficiently rapid performance. Only then can it be used for the observation of other complexation reactions. Actually, the indicator may still be used if it reacts with a speed comparable tothattobe followed. In this case, however, one has to know precisely the rate constants of the indicator for the evaluation of the relaxation spectrum of the coupled reaction system. Therefore it was necessary to carry out rate measurements with the indicator-metal ion system.
For all the alkali ions these reactions turned out to be too fast to be resolved by the temperature jump technique, half times being below the fLSec-range. However, a new electric field pulse technique with spectrophotometric observationwas just ready in time to be used for these studies. In this technique the perturbation of equilibrium is brought about by a strong electric field utilizing the dissociation field effect. It is applicable to any equilibrium between charged reaction partners. The spectrophotometric observation allows a determination of the equilibrium shift, even if the reactant to be followed is present in low concentration compared to other charged species. (This is the main advantage over the previously used conductometric field technique). The field pulse is produced by cable discharge. The resulting travelling wave has a very steep front.
The present time resolution of this method is 30 nanoseconds. This resolution was just suitable to detect the relaxation effect of the reactions of Li+ and Na+ with murexide. In Figure 8 a typical oscillogram is shown. K + (requiring a higher concentration due to its lower stability constant) was already beyond the resolution of this method. However, a lower Iimit for the rate constant could be derived which almost coincides with the upper limit for a diffusion controlled process. Even the measured value for Na+ is already very close to this limiting value of about 2 to 3 X 1010 M -1 sec-1 (which for charged species is somewhat higher in methanol than in water due to the lower dielectric constant of methanol favouring the electrostatic 106 Figure 8 . Chemical relax:ation in the system Na+ murexide, brought about by high electric field pulse.
(CMur = 4 X 10-5M, lNa+ = 1 X 10-4 M attraction of the reactants). The present results suggest tha t the rate constants for K +, Rb+ and Cs+ are diffusion controlled. Only Li+ shows a considerably lower value. Table 5 shows a compilation of equilibrium and rate constants for the reactions of alkali ions with murexide in methanol. We may conclude that from both a static and dynamic point of view murexide appears to be an ideal indicator for alkali ions in methanol. The spectral shifts are characteristic and easily detectable. The stability constants are high enough and in a very convenient range (most convenient for an investiga tion of biological Carriers, if. below) . The ra tes are as high as they could be, i.e. diffusion controlled. and thus suitable to couple quickly with any other complex reaction.
Less ideal-but not less interesting-is the behaviour of alkaline earth complexes. Although details about these systems will be reported in a forthcoming paper we may mention some general features which are of interest to coordination chemists.
As shown above the situation is complicated by the very high stability constants and by the tendency for the formation of 1:2 complexes.
The best understood case isthat of Mg2+. The substitution rates for Mg2+ in waterare in the neighbourhood of 105 sec-1 (if . Table 3 ). In methanol we should find similar behaviour and thus the relaxation effects should be in the time ra:nge covered by the T-jump method. Figure 9 contains a typical oscillogram for the relaxation effect of the Mg2+ murexide complexes in methanol. Evaluation of the concentration dependence of the measured relaxation times yields a rate constant of 8 X 106 M-lsec-1 for the recombination of Mg2+ with murexide. Considering the fact that in methanol the ion-pair is more stable than in water we estimate a rate constant of substitu- Figure 9 . Temperature-jump relaxation effect of the system Mg 2 + murexide in methanol solution.
tion of about 5 X 104 sec-1. This is only slightly less than in water and suggests a quite similar substitution behaviour for methanol and water. Correspondingly we should expect rates for Ca2+, Sr2+, and Ba2+ higher by about 3 to 4 orders of magnitude. They actually are found in the fL-Second region using the electric field pulse technique. The amplitudes of these relaxation effects pass through a very steep maximum for CM 0 R::! Cind 0 /2 as is seen from Figure 10 . It can be shown that relaxational amplitudes contain all the information about stability constants and reaction enthalpies, much more than titration curves do. In the titration curve the dependence of extinction on metal ion concentration is observed. If the stability constant is large compared to 1/Cind 0 the titration yields mainly the indicator concentration and only small correction terms containing the stability constant. In the relaxational amplitudes the dependence of the extinction on In K is directly measured. Here all terms not containing the stability constant drop out. The use of this method for a determination of stability constants and reaction enthalpies is described in detail in a forthcoming pa per ( cJ. also ref. 20) .
The measurements yield for methanol the same order of stabilities as found for H 2 0 by Schwarzenbach,18 namely Ca2+ > Sr2+ > Ba2+ ~ Mg2+, the absolute values being shifted by orders of magnitude. 
IV. THE STUDY OF BIOLOGICAL CARRIERS
The aim of the studies described in the preceding section was primarily to provide a fast responding optical indicator for the alkali ions. I t turned out, however, that these studies reflect already some of the features of a size specific carrier. With this information available we may predict some rules for the design of such a carrier:
1. As many solvent molecules of the inner coordination sphere as possible should be replaced by the coordinating sites of the carrier molecule. For two ions of different size the reference state may then involve as much as the total difference of free energies of solvation. (At room temperature 1·4 kcal/mole corresponds to one order of magnitude in stability constant).
2. The ligands should form a cavity adapted to the size of the metal ion. Optimal fit does not necessarily occur at the minimum size of the cavity; it is rather related to an arrangement where the difference of the free energies of ligand Iigand and solvation is maximal. Cavity formation will involve ligand-ligand repulsion as weil as steric fixation of the chelate.
3. The carrier molecule should possess sufficient flexibility in order to allow for a stepwise substitution of the solvent molecules. Otherwise-i.e. if complete or substantial desolvation would be required for the ion to slip into the cavity-the activation barrier would be rather high and the reaction quite slow.
4. The electrophilic groups should point towards the metal ion inside the cavity, whereas the lipophilic groups should be located at the surface forming a solvophobic sphere.
Rule 1 and 2 take care of a high selectivity of the carrier. Rule 3 allows fast loading and unloading whereas rule 4 ful:fills the biological requirement, i.e. to gate the ion through a (Iipid) membrane. There arenot too many low molecular weight structures known which would allow a simultaneous observation of all 4 rules. Almost all of the classical complexing agents are poor in one or the other respect. Since the metal ion has to be completely surrounded by the carrier, the molecular weight can not be too low anyway. On the other hand, it should easily be possible to build up macromolecular structures such as proteins which would easily match the above criteria. Actually, a number of enzymes are known to have a quite specific requirement for a given alkali ion (e.g. K +). However, their structures are not yet weil characterized.
Quite recently certain antibiotics ofmedium molecular weight have been shown to act as specific alkali ion carriers in membranes. 21 Their structures correspond exactly to the requirements listed above. Most of them are macrocyclic compounds, such as the oligopeptides or oligo-depsi-peptides valinomycin, gramicidin, enniatin or the macrotetrolides nonactin, monactin, dinactin etc.
Let us have a closer Iook at some of those substances. The macrotetrolides are typical representatives of this group. They can be isolated from microorganisms such as actinomycetes, which produce considerable amounts of these compounds. The chemical structure, as shown in Figure 11 , was deter- mined by Gerlach and Prelog22. X-ray analysis-carried out by Dunitz23_ indicates that the metal ion is surrounded by 8 oxygens in a quasicubic arrangement, whereby the cyclic molecule is wrapped up like a tennisball seam (cf. Figure 12, 13 ). All polar groups are "inside" the cyclic molecule leaving a cavity for the metal ion which is optimally adapted to the size of K + as reftected by the stability constants (cf. Table 6 ). The values in Table 6 were determined by Simon24 using the technique ofvapour phase osmometry. As is seen, the Na+ -complex of monactin is weaker by more than 2 orders of magnitude than the K +-complex. Li+ does not show detectable complex formation at all whereas Rb+ and Cs+ complex measurably but weaker than 
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Cubic arrangement K +. The complex formation can be followed spectrophotometrically using murexide as indicator. Figure 14 shows the decrease of the Na+ murexide complex absorption upon addition of monactin. This is the method we have to use in order to follow the reaction behaviour of monactin "instan taneously". How fast does complex formation occur? This is a very interesting question in view of the particular structure of the metal complex. The ligands surround the metal ion completely. How fast can the metal ion strip off all solvent molecules in order to slip into the cavity? Can the carrier molecule "breath" enough to allow for a stepwise "redressing" process? It was very hard to guess any rate since such a reaction could be quite slow.
From equilibrium studies we knew, that equilibration is complete within seconds. Thus we tried first to measure the rates with the help of the temperature jump technique. Due to the fact that the sample cell represents the resistance of the discharge circuit we could not reach very high ti1ne resolution. (Any cation concentration had tobe kept small enough not to interfere with the complex formation to be observed). The resul t of these studies was: any equilibration with the monactin molecule was complete within fractions of milliseconds. That complex formation really occurred during this period followed quite clearly from the amplitude of the concentration shift, which was more than twice as large as with the indicator alone (under corresponding condi tions) .
The next method we tried was the electric field pulse technique, as used for the Na+ murexide reaction. However, there is no direct response of the Na+ monactin equilibration since the process does not involve any change of charge and therefore does not show a measurable dissociation field effect. On the other hand, the applicatioh of the high electric field produces some heating within a few microseconds. Here again we found that equilibration with monactin was complete within the heating period (which was Sf.Ls with this method).
This result was quite unexpected because a relaxation time this short would impose a lower limit for the rate constant of complex formation of 108 M -lsec-1. The limiting value for a diffusion controlled reaction of uncharged species in methanol should be around 3 X 109 M -lsec -1. If a stepwise stripping would have a 50 per cent probability for each Iigand to be exchanged, a maximum value of about 5 X 108 M-lsec-1 were to be expected. Apparently we are very close to this value and it is now more a matter of sportsmauship to determine any exact number. t All qualitative conclusions can already be drawn from the results known so far. Apparently the molecule can open up to quite an extent to allow for a stepwise exchange thus yielding optimal carrier performance. Since for Na+ the reaction is almost di:ffusion controlled, K + can not have a much higher rate. Thus the main differences of specificity in binding will show up in the dissociation rates. Here we see immediately why a high rate of complex formation is required for optimal performance. After transporting the metal ion through a membrane the carrier has tobe unloaded fast enough. Assurne a forwardrate constant of 5 X 108M -lsec-1 and a stability constant of2·5 X 105M-l-as was found for K+-the resulting rate constant of dissociation then would be 2 X I03sec-1. Thus the elementary-possibly rate limiting-step of transport through a membrane would not surpass essentially the millisecond range, even for such an optimally behaving system. t Meanwhile the rate constant could be extrapolated to 3 X lOS M-1 sec-1 from sound absorption measurements carried out in collaboration with F. Eggers (to be published).
In conclusion we may say that-although these problems are still far from being solved-some general picture of biological alkali ion transport is emerging. The "Maxwell-Demon" is disappearing. I t is replaced by careful structural and dynamic analysis which shows that specificity in alkali ion binding is not due to some obscure yet unknown chemical property of the carrier but rather due to a specific structural design which utilizes the superposition of otherwise weil known interactions.
SUMMARY
The factors influencing the complex stability and kinetics of alkali and alkaline earth ions are discussed. A monotonic radius dependence is to be expected for the binding of monodentate ligands. Size specificity, on the other hand, is characteristic for certain chelates in which the ligands freeze into fixed positions forming a cavity of minimal size. Superposition of the free energies for Iigand binding and solvation can Iead to a pronounced maximum of complex stability for a particular size. The action of biological carriers is based on this principle.
After a survey on available data recent equilibrium and rate studies with the potassium specific carrier monactin using murexide as optical indicator are reported. Murexide is shown to be an ideal indicator for alkali ions in methanol. It forms stable 1:1 complexes with all alkali ions, thereby shifting the absorption peak considerably to shorter wave lengths. Complex formation is nearly diffusion controlled. Alkaline earth ions also form I: 2 complexes.
The macrotetrolide monactin has been shown to bind preferably potassium. The sodium complex is by about two orders of magnitude less stable than the potassium complex, but can conveniently be used for rate studies. Complex formation occurs very rapidly. The fast substitution of the solvent molecules from the inner solvation sphere is most likely effected by a stepwise process, in which the twistedring molecule opens up to a considerable extent. Such a flexibility of structure establishes another important principle for carrier action. The sturlies reported in this paper were carried out by relaxation spectrometric methods utilizing time constants and relaxational amplitudes.
